OXIDATION OF SOME HYDROXYLAMINES BY SILVER(IT)

cm™! band is quite well resolved from the ~1400-cm !

envelope and it is possible to measure its depolarization

ratio more accurately than for the 1490-cm~! band.
(15) H. Brintzinger and R. E. Hester, Inorg. Chem., §, 980 (1966).
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However, since it is not possible accurately to measure
the depolarization ratio of the 1490-cm—1! band, it is not
possible completely to rule out the possibility of bi-
dentate nitrate group bonding.
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The kinetics and stoichiometry of the oxidation of hydroxylamine and O-methylhydroxylamine by silver(II) have been

determined in acid perchlotrate media (1.03 M < [HCIO;] < 5.83 M) at 22°.
hydroxylamine, but not the stoichiometry, has also been determined.

The kinetics of the reaction with N-methyl-
In the presence of excess silver(II), stoichiometric

measurements indicated that the product of reaction with NH;OH™T is NO;~; with NH;OCH;*+ the products are NO;~
and CO,, the latter directly detected in stoichiometric amounts by gas chromatographic analysis. No dependence of rate
on [Ag(I)] or ionic strength was observed, within experimental error, for hydroxylamine; for O-methylhydroxylamine, the
rate was inversely dependent on acidity and ionic strength. The acidity variation for both hydroxylamines has been ascribed
to the difference in reactivity of Ag?+ and AgOH*, which cdexist in rapid equilibrium at these hydrogen ion concentrations.
For Kg = [AgOH*][H*]/[Ag?"], graphical analysis of the rate data at ionic strength 595 M yields Kg = (0.32 & 0.14)
M. With the primed rate constant designating reaction with AgOH ¥, the rate constants are: for NH;OH T, k < 104t M !
sec™tand B/ = (1.4 &= 0.5) X 108 M~ sec™!; for NH;OCH; T, £ < 102 M~tsec™land 2’ == (2 &= 1) X 10t M~! sec!.
For CH;NH:OH ¥, the apparent second-order rate constant, kapp, determined by the stopped-flow technique is kapp = (1.6 =
0.6) X 105 M~1sec™!. The mechanisms of these reactions are discussed in terms of free-radical intermediates. Comparison
is made with analogous results for oxidation of hydroxylamines by Mn(III), for which the comparable rate constants are

approximately one order of magnitude less (NH;OH *), and as much as three orders of magnitude less (NH;OCH;*). In
this and other studies the stoichiometric consumption ratio may vary with the ratio of initial moles of reactants present.
An explanation is provided for this behavior in terms of competitive intermediate steps.

Silver(II) is generally an extremely strong, rapidly
reacting oxidizing agent in perchlorate media. In
fact, for a given substrate, a comparison of its reactivity
with that of manganese(III) shows silver(II) to be
at least one order of magnitude more rapidly oxidizing
than even this highly reactive species.?® The high
oxidation potential (~—2 V)* of silver(II) also causes
most of its reactions to be irreversible. Conse-
quently, the only fast reaction method available
for kinetic measurement is rapid mixing, which has
been used in this study. :

Reactions of silver(II) with some substrates were
too fast to be studied definitively by this method. Its
reaction with hydrogen peroxide, hydroquinone, and
nitrous acid were found to be essentially complete
within the resolution time (2-5 msec, depending on
experimental conditions) of our stopped-flow apparatus.
O-Methylhydroxylamine, present as NH;OCH;™ at
high acid concentration,® was found to have one of the

(1) The authors gratefully acknowledge. partial support from Public
Health Service Research Grant GM 08893-09 from the National Institute
of General Medical Sciences, U. S. Public Health Service, and in part by Na-
tional Sciencé Foundation Grant GP 11529,

(2) G. Davies, K. Kustin, and L. J. Kirschenbaum, I'norg. Chem., T, 146
(1968), reported the rate of reaction between Mn(III) and H:0: but could
not resolve the time course of the Ag(II) + H:0: reaction; ¢f. H. N. Po,
Ph.D. Thesis, University of California, Davis, Calif., 1967.

(3) Compare results in (a) G. Davies and K. Kustin, Trans. Faraday Soc.,
68, 1630 (1969), with (b) D. H. Huchital, N. Sutin, and B, Warnqvist,
Inorg. Chem., 8, 838 (1967).

(4) W. M. Latimer, “The Oxidation States of the Elements and Their
Potentials in Aqueous Solutions,” 2nd ed, Prentice-Hall, Englewood Cliffs,
‘N. J., 1952, p 189.

(56} T. C. Bissot, R. W, Parry, and D. H. Campbell, J. Amer. Chem. Soc.,
79, 796 (1957).

slowest rates of reaction with Mn(III) of the substrates
studied.?® Tts rate of reaction with Ag(II) is found
to be well within detectable range, suggesting other,
more reactive, substrates could also be studied. Hy-
droxylamine and N-methylhydroxylamine, present
as NH;OH+ and CH;NH.OH, respectively, at high
acid concentration® are of obvious interest due to
their similarity to O-methylhydroxylamine; they were
also found to have rates of reaction within a de-
tectable range. Since few studies on the rates of
rapid, multistep reactions of silver(II) have been de-
cribed, we are reporting on the reactions with NH;OH *
and NH;OCH;*. (A more limited study of the re-
action with CH,.NH,OH~ is included as it helps in
elucidating the mechanisms.) The results afford a
comparison with those obtained for manganese(III).¢

Experimental Section

Reagents.—Preparation and standardization procedures for
silver(I) perchlorate, sodium perchlorate (for maintaining ionic
strength, u), and perchloric acid were as described previously.
Solutions of hydroxylamine were made up immediately before
use. Reagent grade hydroxylamine hydrochloride (NH:OH-:
HCI) from Fisher was used without further purification. Excess
silver(I) perchlorate was added to precipitate chloride, which
was then removed by filtration. Solutions of N-methylhydroxyl-
amine were prepared in a similar manner with N-methylhy-
droxylamine hydrochloride (CH;NHOH-HCl) from Aldrich.

(8) G. Davies and K. Kustin, Inorg. Chem., 8, 484 (1969).

(7) (a) D, Honig and K. Kustin, J. Inorg. Nucl. Chem., 82, 1599 (1970).
(b) No reduction of silver(I}) by the hydroxylamines was observed to occur
for several hours in these media, a period of time considerably longer than the
actual experiment; c¢f.,, C. P. Lloyd and W. F. Pickering, ¢bid., 28, 1907
(1987).
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O-Methylhydroxylamine was obtained as the free base by dis-
tillation of the hydrochloride (K & K Laboratories) from 509,
w/v aqueous NaOH. The distillate was collected up to 50°,
distilled over NaOH pellets, then redistilled, and collected up to
48°, The base was stored at low temperatures under nitrogen.
As the stock solutions are moderately unstable,® they were made
up by weight immediately before use.

Silver(II) solutions were prepared by anodic oxidation.’—1
The concentration of total Ag(I1) was determined spectrophoto-
metrically;®.7:8:11 gbhsorbance readings were taken on a Beckman
DU, using 1-cm silica cells. All readings were at 470 nm, where
€Ag(I1) is 138 &= 2 M 1cem™17

Stoichiometry.—The concentrations of hydroxylamine and
O-methylhydroxylamine and their products cannot be con-
veniently and accurately followed during and after reaction;
only the change in silver(Il) can be known accurately. There-
fore, the stoichiometry will be given in the form of a silver(II)
consumption ratio #, where n is defined as (moles of Ag(IIl)
reacted)/(initial moles of substrate present). It will also be
convenient, in the case of O-methylhydroxylamine, to define an-
other ratio, namely, the ratio of total initial concentrations,
[Ag(ID)]o/[NHsOCHj;%]o, designated R.

The procedure for hydroxylamine and O-methylhydroxylamine
with R < 10 is as follows, except where noted. Equal aliquots
of a silver(II) solution were added to two volumetric flasks, one
containing a known amount of substrate and the other similar in
every respect but having no substrate. The amount of Ag(Il)
reacted would be equal to the difference in the two flasks.

When R < 10, all the silver(II) was consumed by O-methyl-
hydroxylamine. The procedure at higher R (R > 12) was as
follows. A silver(Il) solution (3 ml) was placed into two l-cm
silica cells and the absorbance measured. To one of the cells,
10 upl of a known O-methylhydroxylamine solution was added,
and the solution was stirred immediately. Absorbance readings
were taken until the reaction was over. This procedure required
several minutes. The amount of silver(II) that had reacted was
determined by the difference in absorbance of the two cells.

A high-vacuum gas chromatography system was used to iden-
tify and measure any product gases in the reaction with O-methyl-
hydroxylamine. Aliquots of Ag(II) and NH;OCH;* were put
into separate arms of a two-armed stoichiometry vessel. The
solutions were degassed by ultrasonic agitation and freeze—
thawing. The degassed solutions were then mixed, product
gases, if any, being pumped off through a Dry Ice-acetone trap
(~—50°) into the calibrated volumes of a Toepler pump, where
the pressure and volume of the gas were measured. - The am-
bient temperature was also recorded at this time. The sample
was then analyzed by gas chromatography.

Kinetics.—A stopped-flow apparatus was used for the kinetic
determinations. For the reaction with O-methylhydroxyl-
amine, the apparatus used (constructed of glass and quartz) has
already been described.l? A newly constructed apparatus was
used to study the reaction with hydroxylamine and N-methyl-
hydroxylamine.'* This apparatus had a shorter dead time
(~2 msec) than the previous one (~10 msec). This instrument
was necessary for studying the reaction with hydroxylamine over
an appreciable concentration range. However, it also had a
small observation chamber, which resulted in a smaller signal-
to-noise ratio. Consequently the error in the determination was
somewhat greater at low [Ag(Il)] for the new apparatus. The
disappearance of silver(II) was followed spectrophotometrically
at 470 nm, none of the other species present absorbing here.
Freshly prepared solutions of silver(Il) and substrate, of the same
ionic strength and acidity, were mixed. The initial silver(II)
concentration was determined by the average of absorbance
readings of unreacted solution immediately before and after the
stopped-flow run. The total time elapsed during a run was less
than 10 min; the differences in absorbance readings were gen-
erally less than 59%. A stoichiometric excess of O-methyl-
hydroxylamine was employed so that no silver(II) remained at
the end of the reaction. Except for one run, the same procedure

(8) G. Veith, E. Guthals, and A. Viste, I'norg. Chem., 6, 667 (1967),

(9) A. A. Noyes, D. Devault, C, D. Coryell, and T. S. Deahl, J. Amer.
Chem. Soc., B9, 1326 (1937).

(10) A. A. Noyes and A, Kossiakoff, ¢bid., 87, 1238 (1935).

(11) J. B. Kirwin, F. D. Peat, P. J. Proll, and L. H. Sutcliffe, J. Phys.
Chem., 67, 1617 (1963).

(12) L. J. Kirschenbaum, Ph.D. Thesis, Brandeis University, 1968.

(18) J. Martin and K. Kustin, unpublished results.
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Figure 1.—Oscillograph of a stopped-flow experiment. The
ordinate has been calibrated in percentage of light transmitted,
the abscissa in seconds. (The horizontal trace corresponds to
1009, transmission, obtained by triggering the oscilloscope
electronically several seconds after the recording of the lower
trace.) For this trace the experimental conditions are [Ag(II)],
= 1.35 X 10738 M, [INH;OCH;*], = 3.29 X 1073 M, [Ag(1)] =
3.76 X 1071 M, [HCIO,] = 4.15 M, u = 5.33 M, temperature
22 £ 1°, and path length 0.91 cm.

was followed with hydroxylamine. The reaction trace was re-
corded on a storage oscilloscope and photographed afterwards.
Each run was repeated several times to ensure reproducibility.
An example of a typical oscilloscopic trace is shown in Figure 1.
All experiments were at 22 &= 1°,

Results

In this section, we will first give the stoichiometric
results and then the kinetic results. Of primary in-
terest is a comparison among the rate constants. Since
the reactions show a straightforward second-order rate
law in terms of an apparent constant-acidity bimolecular
rate constant, B.pp,, first-order in [Ag(II)] and in [sub-
strate], a meaningful comparison can be made regard-
less of uncertainties in the stoichiometry. These
ambiguities in stoichiometry arise for reactions in
which immediate, intermediate, and final products
cannot be completely identified. The results of prod-
uct gas analysis are, however, in agreement with the
determined stoichiometries insofar as they have been
measured.

Stoichiometry. (A) Spectrophotometric Analysis.
(a) Hydroxylamine.—The results in Table I show

TaBLE 1
STOICHIOMETRY OF REACTION WITH HYDROXYLAMINE
AT 22°: [HCIO,] = 2.45 M, [Ag(])] = 0.163 M,
AND p = 2.61 Me?

104[AgII) 1o® 104[AR(ID) ]o%  104[NHOH *1° n®
31.2 4.1 4.6 5.9
31.2 18.1 2.3 5.7
31.2 0 6.9 >4.5
23.0 6.4 2.77 6.0/
24.6 6.8 2.99 6.0/

@ All concentrations are molar. ? Determined by spectro-
photometric analysis. ¢ Subscript O refers to initial concentra-
tions. ¢ Subscript « refers to final concentrations. ¢x = moles
of Ag(II) consumed,/mocle of NH;OH*. / Determined on stopped-
flow apparatus.

that, in the presence of excess Ag(1I), the stoichiometric
consumption ratio, %, is six. No attempt was made to
measure nitrate produced, as the absorbance of silver(I)
interferes with that of nitrate,® and the nitrate con-
centration is too low to permit detection of AgNO;*.7
(b) O-Methylhydroxylamine.—Attempts to mea-
sure z at low R (R < 10) were unsuccessful, as all the
silver(I1) was consumed (see Table I1). At R > 10,
n was measured, though the experimental error (~10%)
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TABLE 11

STOICHIOMETRY OF REACTION WITH
O-METHYLHYDROXYLAMINE AT 22°a?

104 X 10¢ X
104[Ag(ID) ) [Ag(ID)]o® [NHsOCHs*® R ”n
22,74 0 8.90 2.55 >2.55
20.1¢ 0 7.23 2.78 >2.797
22,09 0 4.40 5.00 >5.00
29.0¢ 0 3.08 9.42 >9.427
Mol X 108 Mol X 108  Msl X 108
17.85 3.90 1.11 16.0 12.5
15.5% 1.90 1.11 14.0 12.3
14,55 0 1.11 13.0 >13.0

s Unless othérwise noted, concentrations are molar. ? De-
tetmined by spectrophotomietric analysis. ¢ Subscript O refers
to initial concentrations (or amounts): subscript e to fihal
4 [HCIO,] = 2.32 M, [Ag(1)] = 0.152 M, u = 2.47 M. ¢ [HCIO,]

=478 M, [Ag(D)] = 3.76 X 102 M, u = 4.82 M. / Determined .

on stopped-flow apparatus. ¢ [HCIOs] = 2.13 M; [Ag(D)] =
0.152 M, u = 2.28 M. A [HCIO,] = 4.8 M, [Ag(Q)] = 8.76 X
10 M, u = 522 M.

becomes significant; values of # were between 12 and
13. Complete oxidation of NH;OCHz*+ to CO; and
NO;~ would result in » = 12. For reasons mentioned
above, no attempt was made to measure nitrate.

(B) Gas Analysis.—The results of an examination
of the gaseous products from the oxidation of O-methyl-
hydroxylamine are given in Table III. No gaseous

TABLE III

GASEOUS PRODUCTS FROM OXIDATION OF
O-METHYLHYDROXYLAMINE®

NHsOCH:*,

Ag(ID), mol® mol® . R Product gases, mol

3.47 X 107% 8.16 X 1078 0.425 No gaseous products
detected

3.53 X 10~% 3.61 X 10—4 0.098 No gaseous products
detected

2.74 X 1075 6,35 X 10°® 4,31 No gaseouts products
detected

4,06 X 1075 2.55 X 10~¢ 15.9 COq, 2.41 X 10-¢

@ Apparatus could detect Ni, Oz, CO,. ? Initial amounts.
products were observed at excess O-methylhydroxyl-
amine. With excess sﬂver(II) gaseous ‘products were
not detected at R = 4.3 but were detected at R =
The product was identified as COg; - the yield, within
experimental error, was consistent with » = 12. The
fact that no N; wis produced is consistent with the
stoichiometry méeasured. .

(C) Kinetic Analysis. (a) Hydroxylamine.—In
the kinetic range, the reaction was found to be first
order in each reactant. A value of » = 6, for stoichio-
metric excess of hydroxylamine, is consistent with the
kinetic data in Table IV. The linearity of pseudo-
first-order plots at low molar excess of hydroxjrlamihe
the linearity of second-order plots with silver(II) in
stoichiometric excess, and the 51m11ar1ty of kapp with
silver(II) in. stoichiometric excess are consistent
with this stoichiometry. Assuming values of # < 6
gives both greater spread in k.., and deviations from
linearity. In. the analogous reaction of Mn(III),
complete oxidation of NH;OH* to NO;~ was observed
when hydroxylamine was present in stoichiometric
excess.® Assilver(II) is both a stronger oxidizing agent
and is generally kinetically more reactive, a similar
result is expected.

(b) O- Methylhydroxylamine.——At R < 1, the reac-
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TABLE 1V
KineTIc DATA FOR REACTION WITH HYDROXYLAMINE AT 22°¢
104 X
[HC104] 10[Ag@)? 104[Ag(II) )o® [NHsOH *1,° 108549
uw = 2.61 _
2.45 1.63 24 .6¢ 2.99 1.40
1.63 19.6 5.05 1.16
1.63 17.2 5.04 1.79
0.827 16.1 5.04 1.88
1.63 8.77 5.05 1.44
1.63 6.27 15.9 1.01¢
1.63 6.05 1.59 0.99
1.63 1.90 9.90 0.710.3
1.63 1.74 0.99 0.75%
Av 1.24 £
0.5 X 108
M~tsec™?
m =335
2.45 4.41 12:1 4.75 1.52
0.326 10.4 4.75 1.86
. u = 595
1.03 1.15 8.08 4.23 3.33
1.99 1.15 8.95 3.58 1.90
2.95 1.15 9.60 3.73 1.43 -
3.91 1.15 9.75 3.73 1.03
4.87 1.15 10.6 3.58 0.807
5.83 1.15 10.3 4.23 0.756
@ All concetitrations are molar. ° Total silver concentration as
Ag(I). ©Subscript 0 indicates initial concentrations. ¢ Units are

M—1isec—!, ¢ Stoichiometric excess of Ag(II). 7 Ionic strength =
2.58 M. ¢ From pseudo-first-order plots. * Corisiderable error
due to low [Ag(ID)].

TABLE V

KiNETIC DATA FOR REACTION WITH
O-METHYLHYDROXYLAMINE AT 22°¢

104 X

[HC104] 102[Ag(D]®  104[Ag(ID ] [NHsOCHs*)® 10-3%,9
‘ p o= 2.42
2.38 3.76 4.31 28.4 9.0
10.7 59.2 9.9
11.6 39.6 10.4
6.84 14.5 10.4
17.0 28.9 12.8
4.53 5.65 13.5
Av 11,0 %=
2.5 X 10°
M~1sec™?
u = 533
1.79 3.76 9.18 15.0 5.11
: 7.59 30.3 4.35
2.38 8.00 34.5 3.27
9.78 33.8 3.41
2.97 12.7 22.6 2.08
: 6.01 133 1.867
3.566 6.23 35.7 1.97
6.05 17.0 2.04
4.15 14.1 34.4 1.52
5.76 33.3 1.28
37.6 14.8 34.0 1.13
37.6 13.5 32.9 1.17
5.29 3.76 10.2 36.1 1.07
8.33 19.1 1.07

@ All concentrations are molar. ° Total silver concentration as
Ag(l). ¢ Subscript Q indicates initial concentrations. ¢ Units are
M~1gec~!. ° Similar value from pseudo-first-order plot. / From
pseudo-first-order plot.

tich was found to be first order in each reactant, and
the kinetic data were only consistent with the assump-
tion of the stoichiometry being # = 2. At R = 0.472
and 0.802, a pseudo-first-order plot gives significant
deviations from linearity, indicating n < ~5. At
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Figure 2.—Typical second-order plot for reaction with hydrox-
yvlamine. Experimental conditions are [HCIO,] = 245 M,
uw = 261 M, [Ag(I)] = 0.163 M, [Ag(II)], = 877 X 10™* M,
[NH;0H*], = 5.05 X 107* M, and temperature 22 + 1°,

R = 0.802 assuming a value of 1 or 3 for » gives sig-
nificant deviations from linearity, while assuming
n = 2 gives a linear plot. As R decreased, deviations
from linearity at # ® 2 became progressively smaller;
as would be expected. The range in “second-order”
rate constants for different values of R (and different
initial reactant concentrations) at constant [HCIO4],
[Ag(D)], and w is within experimental error for # = 2
(see Table V), butisfar greaterforn = 1.

Kinetics. (a) Hydroxylamine.-——The results are
given in Table IV. For reasons already mentioned,
the experimental error may be >209% at low [Ag(II)].
The experimentally observed rate is given by

— dIRID] _ p faganiNHOB] ()
The integrated form of the rate law is!*
NH,0H*], — %/6 _ o
gt = = (ivmom
[Ag(1T) ]o> [NH;OH~*
s )t Y e @

where x = concentration of silver(II) consumed. The
left-hand side of eq 2 is plotted against time, with the
slope of the resulting straight line being equal to
kopo ([NH,OH*], — [Ag(I)]o/6). A typical plot is
shown in Figure 2. Aty = 2.16 M, [HCIO4] = 245
M, and [Ag(I)] = 0.163 M, ko, seemed to increase
somewhat as [Ag(II)], increased, but the trend was
not consistent. As both pseudo-first-order and fully
integrated plots were linear, contribution from a path-
way involving silver(II) to an order greater than one
must be within experimental error. The trend is
most likely due to experimental error, with the possibil-
ity of a small contribution from a higher order reaction.
Therefore, experiments designed to observe possible

(14) Strictly speaking, the stoichiometric consumption ratio should ap-
pear in the rate law, 7.e., rate = — (1/n) d[Ag(1I)]/ds. However, as we.are
interested in the first step of the reactions studied, the rate will be given with

respect to Ag(IT): S. W. Benson, “The Foundations of Chemical Kinetics,”
McGraw-Hill, New York, N. Y., 1960, p 18.
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Figure 3.—Typical second-order plot for reaction with O-
methylhydroxylamine, with » = 2. Experimental conditions
are the same as for Figure 1. The per cent transmittance is con-
verted to optical density, so that the parameter x could be cal-
culated.

variations in rate with [Ag(I)] and [HCIO.] were car-
ried out under conditions where [Ag(II)], would not
be too different. In addition, other concentrations
were also kept as coristant as possible. The rate was
found to be independent of [Ag(I)], as the results of
experiments at ¢ = 3.35 M and [HCIO.] = 245
M show. Comparison of results at different ionic
strengths and the same [HCIO;] show a very slight
increase in k,,, with increasing ionic strerigth (the value
of kapp at p = 5.95 M and [HCIO4] = 2.45 M was es-
timated as being between the values at higher and
lower acidities). The results at 4 = 5.95 M show an
appreciable decrease in kg, with increasing [HCIO,).

(b) O-Methylhydroxylamine.—A quartitative ana-
lysis was carried out for R < 1; the results are
given in Table V. The experimental error is ~ =209,.
As mentioned, linearity of graphical plots was only
obtained by assuming # = 2, where the rate was first
order in each reactant. The experimentally observed
rate is given by

d[Ag(II
- B8] aganINmOCHS ] @)
The integrated form of the rate law is
[NH,OCH;+], — x/2 <
= ([N H.+1, —
[Ag(ID], — » NTLOCH:
{Ag(II ]0 [NHsOCH3+]o
AEB 0 ot A In AT B (g
2l T ), @

where x is as defined in eq 2. The rate constant, Zapy,
is obtained by a procedure analogous to that for hy-
droxyldinine. A typical plot is shown in Figure 3.
Results at u = 5.33 M and [HCIO,] = 4.15 M indicate
the rate is independent of [Ag(I)]. Asis the case with
hydroxylamine, k.,, decreases as [HCIO,] increases.
There is also a significant decrease in k., when the
ionic strength is increased (compare results at [HCIO;]
= 2.38 M).

The stoichiometry of » = 2 at R < 1, found from
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kinetic analys1s implies that the d1sappearance of an
amount of silver(II) corresponding to twice the amount
of initial O-methylhydroxylamine present is consider-
ably more rapid than the disappearance of the remain-
ing silver(II):. That is, with an ovérall stoichiometry
of » = 12 and the disappearance of each of the 12
Ag(I1) per NH;OCH,* corresponding to. a ‘“stoichio-
metric step,” the first two stoichiometric steps are
considerably more rapid than the remaining ones at
R.< 1. The stoichiometry experiments on the Beck-
man DU verified that the final few steps are consider-
ably slower than the initial oties, the reaction taking
minutes for completion. o

Stopped-flow runs were also done at R.> 1. With
R = 9.42, the first two steps were essentially complete;
only the subsequent steps coiild be observed. At
the end of the slowest observable time- period, 50 sec,
the react1on was not yet complete. Another run at

= 2.79, however, indicated that the first tivo stoichio-
rnetr1c steps, while more rapid, were not that much
more rapid than the third step under the experimental
conditions (see Table II). Therefore, the kinetic data
for R < 1 are only comnsistent with a stoichiometry of
n = 2; at higher R, the reaction will beconie more
complex.

(¢) N-Methylhydroxylamine.—Stopped- flow experi-
mernts were carried out with CH;NH,OH* to ‘help
elucidate the mechanisms of the other substrate reac-
tions: At p = 2.56 M, [HCIO,] = 2.40 M, [Ag(D)]
= 0.163 M, [Ag(ID], = 4.22 X 10~ M, and [CH;NH,-
OH*]p = 1.73 X 1073 M, kapp =~ (1.6 £ 0.6) X 10°
M1 sec™!, The value of kg, was obtained from a
pseudo-first-order plot (which was linear). The re-
action was over in 25-30 msee. Under similar con-
ditions and reactant concentrations, .the saine result
was obtained with NH;0H +;. while with NH;OCH;*
the reaction took ~300-350 msec. In addition, Rapp
was essentidlly identical with that for NH;OH*, while
it is approximately an order of mdgnitude. greater than
that for NH;OCH;*. Interestingly, the reaction with
NH,*, under the same conditions, was mtich slower than
with NH;0CH;+; however, the extent of this reaction is
uncertain.

Mechamsm

The react1ons of NH;OH* and NH30CH3+ both
show a significant acid dependence At the high
acidities necessary for Ag(II), both hydroxylamine
and O-methylhydroxylamine are present as NH;;OH+
and NH;OCH;*, respectively, since the acid dissocia-
tion constants for both substrates are of the magnitude
K, ~ 10— M (K, = [H*]lbase]/[acid]).® Rate
constants for neutral substrate pathways would have
to exceed the diffusional limit (Z10° M~! sec™?) 'to
contnbute (This assumption may be Somewhat. in
error for NH;OCH; ™, the slowest reacting substrate.)
Previous studies have indicated the presence of AgOH *
in significant amounts at the high acidities used.”
Values for Ku, where Ky = [AgOH+][H*]/ [Ag?+],
varied from ~0.1 to 0.7 M at u = 5.6 M. Acid-base
equilibria of the type involved with Ag?+-AgOH ™ are
generally very rapidly established.!

Therefore, the acid dependencé can be treated by

(15) (a) M. Eigen, W. Kruse, G. Maass, and L. DeMaeyer, Progr. React.

Kinet., 3, 287 (1964); (b) P. Hemmes, L. D. Rich, D. L. Cole, and E. M.
Eyring, J. Phys. Chem., 75, 929 (1971).
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Figure 4.—Plot of 1/kapp vs. [H*] for reaction with hydroxylamine
at 4 = 5.95 M and 22°.
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Figure 5 —Plot of 1/kuyy, vs. [H*] for reaction with O-methyl-
hydroxylamine at 4 = 5.33 M and 22°.

assuming that it is due to.differences in the reactivity
of Ag*+ and AgOH™ with the substrates. The. ap-
parent second-order rate constant for the disappear-
ance of total silver, [Ag(II)] = [Ag?+] + [AgOHY],
is related to the rate constants for reactions of the two
free silver species by

Fon[Ag(D)] = E[Ag**] + F/[AZOH*]  (5)

Under the assumption that the protolytic steps are
always equilibrated, this expression can be rewritten as

Bapo{ [H*] + Ku} = E[H*] + k’KH (6)

Initial treatment of the data accordmg to eq 6in-
dicated that 2[H+] <« k’Ky for both these substrates.
This condition simplifies eq 6, which then becomes

1/ app = lH+l/kiKH + 1/kl (7)

Consequently, plots of 1/ka,, should be linéar; tle
slope is 1/'Ky and the intercept is 1/k’ This plot
is shown for NH;OH * in Figure 4 and for NIH,0CH;+

in Pigure 5. With NH;OH+, the plot is linear; a
value of Kg = 032 = 0.14 M is obtained. The
rate constants are given in Table VI. With NH;-
OCH;*, there is uncertainty as to the applicability
of eq 7. It is quite possible that the acid dependence
is greater than eq 7 indicates (see also Figufre 6 in ref
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TABLE VI

RATE CONSTANTS FOR REACTIONS OF
Ag?*t anpD AgOH* AT 22°¢

— -2 1 sec L e
Substrate u, M Ag?t. AgOH™
NH;OCH;* 5.33 <103 ~(2 & 1) X 104
NH;OH * 5.95 <104 (1.4 =0.5) x 10¢

CH;NH.OH*  2.56 Eapp =(1.6 = 0.6) X 105
@ Assuming Kg = 0.32 == 0.14 M. ? As this reaction showed

very little dependence on u, the results can be compared with

those for NH;OCH; T at u = 5.33 M.

6). A'plot of log kapp vs. log [HCLIO,] gives an inverse
power of 1.4 for [HCIO4]. However, the data can be
approximately fit to eq 7, as Figure 5 shows. The
value of Ku found in the analysis of the NH;OH+*
data was thus used to determine 2’ and an upper limit
of & for reaction of Ag(IT) with NH;OCH;+.

(A) Hydroxylamine.—A mechanism (eq 8-10), iden-
tical with that proposed for the reaction with Mn(III),$
can be applied to the disappearance of silver(II) in the
reaction with hydroxylamine to obtain the empirical
rate law (eq 1 and 2). Reactions 8 and 9 represent
single-step processes.

k
Ag?t 4 NH;OH* —> Ag*t + NH,O- + 2H™* (8)

AgOH* + NHOH*+ —> Ag* + NH,0- + H,0t  (9)

k
2H,0 + 5Ag(IT) + NHO- —> 5Ag* 4+ NOs~ + 6H* (10)
Y

Evidence that the radical produced in (8) and (9)
derives from loss of the hydroxyl and not the amine
hydrogen may be found by considering the O-methyl-
hydroxylamine results. Namely, if, in the first step,
both compounds lost their amine hydrogens, no ap-
preciable difference in rate would be expected. Sim-
ilar rates are clearly not observed, for the NH;OH~*
reaction is more than an order of magnitude more
rapid than is the NH;OCH; * reaction.

Furthermore, secondary generation of the NH,O-:
radical is also precluded. That is, a sequence com-
patible with the stoichiometry, but involving -NHOH
as the primary product, such as

Ag?t 4+ NH;OH* —> Ag* + -NHOH + 2H*
HONH. 4+ HONH;*+* —> HONH: + NH;0- + H+
H* + HONH; === NH;OH*
would also be ruled out.
(B) O-Methylhydroxylamine.—At R < 1, the fol-

lowing general mechanism is consistent with the em-
. pirical rate law (eq 3 and 4).

k
Agt 4+ NH,0CH,* —> Ag* + -NHOCH, + 2H+ (11)
k/
AgOH* 4+ NH,OCH;* —> Ag* + -NHOCH; + H,0+ (12)
k
. NHOCH; + Ag(IT) —> Ag* + Prod (13)
k
AH,0 -+ Prod -+ 10Ag(IT) —>
NOs~ + CO; + 10Ag* + yH* (14)
ke >k, kB> ks

Reactions 11-13 represent single-step processes.

The identities of the products in the initial steps
11-13 are itnclear. A comparison with the hydroxyl-
amine results shows definitely that, initially, NH;O- +

Dax S. Honig, KENNETH KUSTIN, AND JOSEPH F. MARTIN

-CH; cannot be products, as then the stoichiometry
in the kinetic region (R < 1) should be # > 6, and not
n = 2 as observed. Abstraction of a hydrogen at-
tached to carbon is generally slower, leaving - NHOCH;
as the most likely product (see Discussion).

Discussion

The results indicate that for the initial step in the
oxidation of NH3;OCH;* and NH;OH* by Ag(Il),
AgOHT is considerably more reactive than Ag?+ A
step involving H atom ttansfer would be more favor-
able for AgOH+ than for Ag?*; however, both Ag(1l)
species may be reacting by direct electron transfer.
Whether or not the reactions proceed by an inner-
sphere or outer-sphere mechanism exclusively is also
uncertain, as water exchange on Ag(II) would be ex-
pected to be considerably more rapid than the processes
measured here.’ In the oxidation of acetic and formic
acids by silver(I1), an acid-dependent rate could also
be ascribed to differences in reactivity of AgOH™* and
Ag?+1s

As was the case with Mn(III),® Ag(II) oxidizes
NH;OH* to NO;~. It is likely that a free-radical
mechanism is involved for these reactions. With Ce(IV)
as the oxidant, the stoichiometry was dependent on
both acidity and R (R = [oxidant]y/[NH;OH*)o);
the rates of reaction were much lower than those with
Mn(III) and Ag(I1).” Waters and Wilson suggest
NH:O- as the initial product. Depending on R, di-
merization of NH,O- to give N, or further reaction
with Ce(IV) takes place.!™ The proposed reaction
of NH,O: with Mn(IIT) or Ag(II) is extremely rapid.
The initial step in the reaction of NH3;OH*, formation
of NH,0-, is more than an order of magnitude more
rapid with Ag(IT) than with Mn(III).

A recent pulse-radiolysis study has shown that
NH,0H is oxidized by OH radical to give -NHOH as
the first product.’* However, as mentioned, the evi-
dence presented here for Ag(II) does not support this
conclusion for reaction with hydroxylamine. The
same situation occurs for the Mn(III) study.! With
respect to O-methylhydroxylamine, however, the ini-
tial reaction may very well be H atom abstraction
from the nitrogen. This step will be considered more
fully below.

The oxidation of NH;OCH;* by Ag(II) is both more
rapid and extensive than oxidation by Mn(III).* In
the case of Mn(III), the stoichiometry was observed
to be a function of R, n (where n = A[Mn(III)]/
INH;OCH;*]y) approaching 1 as R approached 1
and being between 2 and 3 with R 2 5. A complete
“leveling off’”’ in the stoichiometty was not observed;
that is, as R increased so did #, though at R 2 5, the
increase was slight. At R < 1, the kinetics were con-
sistent with a value of # = 1. These observations
indicate that with R < 1, the first step in the reaction
is considerably more rapid than the subsequent steps;
as R increases, the second and third steps become ob-
servable. The final steps, if they occur, are much too
slow to be observed in the time needed for the stoichi-

(16) F. Basolo and R. G. Pearson, “Mechanisms of Inorganic Reactions,”
2nd ed, Wiley, New Yotk, N. Y., 1967, pp 145~158, remarks on d° systems
th?;?;)n.(a) W. A, Waters and' . R. Wilson, J. Chem. Soc. 4, 534 (1966); (b)
N. Hlasiveovd, J. Novik, and J. Zyvka, Collect. Czech. Chem. Commun., 83,

4403 (1967); (c) 1bid., 32, 4410 (1967).
(18) M. Simic and E. Hayon, J. Amer. Chem. Soc., 98, 5982 (1871).
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ometry measurements. At excess NH;OCH;™* and ex-
cess Mn(II1), no gaseous products were observed.

In the case of Ag(II), the first step is slower than
the second, but it is considerably more rapid than the
subsequent steps at R < 1. As R increases, the sub-
sequent steps are complete within minutes. The ox-
idation of acetic and formic acids by silver(II) pro-
duces CO,, with the initial step being rate determining.!?
The observed rate constants are almost three orders
of magnitude less than k,,, for the Ag(II)-NH;OCH;+
system; the time scale for the reactions of acetic and
formic acids is comparable to that for the complete
oxidation of NH3OCH, ™.

The fact that the subsequent steps are much more
rapid with Ag(IT) than Mn(III) is not surprising, as
kapp for Ag(II) is roughly three orders of magnitude
greater than for Mn(III). The fact that, with Ag(ITI),

the second step is much more rapid than the first at -

R < 1 is surprising. In the reaction with Mn(III),
the radical ‘NHOCH; was postulated as the first
product (this species is consistent with the already
mentioned pulse radiolysis study!®); at R < 1, its dimer-
ization was assumed to be much more rapid than its
reaction with Mn(III). If -NHOCH, is also the in-
itial product in the reaction with Ag(II), further re-
action of Ag(II) with -NHOCH; or the postulated
dimer, NoH.(OCHjs),, is extremely rapid. Since the
dimer is probably relatively unreactive, it is likely that
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the Ag(II) + -NHOCH; reaction competes favorably
with the radical-radical dimerization itself. This
difference in reactivity between Mn(III) and Ag(II)
may be compared to the previously mentioned differ-
ence in the reactivity of Ce(IV) and Mn(III) with
NH;0H+. For Ag(Il), as for Mn(III), but not for
Ce(IV), no gaseous products were observed.

The possibility of pathways involving Ag(I1I) being
significant can be ruled out for both substrates. If
Ag(III) were involved appreciably, a second-order
dependence on [Ag(II)] and an inverse first-order
dependence on [Ag(I)] would be expected.!!:1¢2 The
strong dependence of k., on u in the reaction of NH,-
OCHg;t is interesting relative to the apparent insensi-
tivity to this parameter in the reaction of NH;OH*.
The source of this variation is unknown. The differ-
ences in reactivity of NH;OCH; ™ compared with other
substrates with Mn(III) were also suggested as pos-
sibly being due to difficulties in coordination and H
bonding of NH;OCH;* to Mn(III). The same may
be the case with Ag(II), though at lower ionic strength
the difference is not that great.

(19) H. N. Po, J. H. Swinehart, and T. L. Allen, Inorg. Chem., T, 244
(1968).

(20) See J. Pumies, W, Roebke, and A. Henglein, Ber. Bunsenges. Phys.
Chem., 72, 844 (1968), and B. M. Gordon and A, C. Wahli, J. Amer. Chem.
Soc., 80, 273 (1958), for the rate of 2Ag(XI) — Ag(III) + Ag(I).
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Preparation, Properties, and

Evidence for the Difluorophosphate Free Radical
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Xenon(II) fluoride difluorophosphate, FXeOPOF;, and xenon(II) bis(difluorophosphate), Xe(OPOF;);, are obtained in
high yield by reactions of xenon difluoride with u-oxo-bis(phosphoryl difluoride), PyO3F,, at 22° in trichlorofluoromethane.
The new compounds are pale yellow solids which decompose readily at 22° forming an unstable material, which is probably

the difluorophosphate free radical.

Introduction

Several new xenon compounds have recently been pre-
pared by reactions of the xenon fluorides with strong
oxy acids.!™® Xenon fluorosulfates, perchlorates, tri-
fluoroacetates, pentafluorotellurates, and possibly ni-
trates have been obtained by this method. All of these
compounds have been obtained with XeF, and both
the mono- and bis-substituted derivatives have been pre-
pared. No xenon(IV) and one xenon (VI) fluorosulfate
have been synthesized to date from XeF, and XeFs.

* To whom correspondence should be addressed at the Department of
Chemistry, Kansas State University, Manhattan, Kansas 66502,
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Attempts to extend this method of preparation to the
synthesis of xenon(II) difluorophosphates using di-
fluorophosphoric acid have been unsuccessful, because
of side reactions involving fluorination of phosphorus.
We have now obtained both FXeOPOF, and Xe-
(OPOF,); by the reaction of XeF; with pure P,O;F, in
CCLF. The compounds have only limited stability at
22° similar to the isoelectronic xenon(I1I) fluorosulfates,
but unlike the lattter they do not yield a stable peroxide
on decomposition.

Experimental Section

General Data.—Manipulations of volatile compounds were
carried out in a Monel-Kel-F vacuum system or a glass system
equipped with glass-Teflon valves. Pressures were measured
with a Barton 316SS bellows gauge in the metal system and a
mercury manometer in the glass system. Kel-F No. 3 polymer
oil was used to protect the mercury. Amounts of volatile mate-
rials were determined by PV7T measurements or by weight.
Xenon and oxygen were identified by their physical properties



